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FOREWORD
"Until a man can quit talking loudly to himself in 
order to shout down the memories of blunderings and gropings, he 
is in no shape for the painstaking examination of distress and 
the careful ordering of events so necessary to a calm and balanced 
exposition of what, exactly, was the matter."
"My Life and Hard Times" 
by James Thurber
"If you think you're confused - take heart. You're only 
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ABSTRACT
The solvation of sodium tetrabutylaluminate (NaAlBu4) 
by tetrahydrofuran (THF) in cyclohexane solution has been inves­
tigated using infrared spectroscopy in the 900 cm” 1 to II50 cm” 1 
region. The asymmetric v^gg of THF occurs at 1071 cm”1, and the 
symmetric Vqqq at 913 cm”1. In the presence of NaAlBu4, new 
bands appear at IO53 cm" 1 and .ca, 900 cm" 1 , along with the normal 
asymmetric and symmetric stretching modes. The new bands at 
IO53 cm" 1 and 900 cm"1 have been assigned to perturbations 
of the 1071 cm" 1 and 913 cm" 1 bands, respectively, resulting 
from solvation of NaAlBu4 by the THF molecules.
Since intensities of both normal and perturbed 
bands are a function of the ratio THF:NaAlBu4, the intensity of 
the 1071 cm" 1 band (due to free or non-solvating THF molecules) 
was used to determine the .average number of THF molecules inter­
acting with each NaAlBu4. For NaAlBu4 concentrations of ca.
O .2 5 M, ni is found to approach a limiting value of four. The 
shapes of the average value plots (n plots) indicate that the 
first THF molecules are held rather tightly, with additional THF 
molecules being in equilibrium with the partly solvated species, 
giving four solvating THF molecules in the limiting case. From 
this it is concluded that the anion, AlBu4 , is occupying one or 
more of the coordination sites on the sodium ion, and being dis­
placed by THF molecules.
vii
A study of the dependence of n upon the concentration 
of NaAlBu4 was made in the concentration range from £a. 0.004 M 
to 0.269 M. It is found that n tends to decrease as the concen­
tration of NaAlBu4 is decreased. From other work it is known 
that NaAlBu4 forms aggregates in cyclohexane solution - with 
larger aggregates being formed at higher concentrations. From 
this it is concluded that although NaAlBu4 forms larger aggre­
gates at higher concentrations, these aggregates are comparatively 
less stable, thereby allowing displacement of the anions by THF 
molecules. Support for this model is obtained from the report by 
others of the far infrared spectral study of this system in which 
two different environments with different force fields are found 
for the sodium ion in NaAlBu4-cyclohexane solutions.
Solvation numbers for the system THF-NaAlBu4-cyclohexane 
were also determined at I30 C and 40° C. The n values obtained at 
these temperatures are essentially the same as those obtained at 
ambient temperatures for corresponding concentrations of NaAlBu4. 
Upon changing bulk solvent from cyclohexane to benzene, however, 
it is found that for the same NaAlBu4 concentration, the n value 
decreases.
Dimethoxyethane (DME) was investigated as a solvating 
agent. For the system DME-NaAlBu4-cyclohexane, two-phase systems 
result when the DME:NaAlBu4 ratio is greater than one. With ben­
zene as bulk solvent, only when DME:NaAlBu4 is greater than two do 
two-phase systems occur. Two-phasing also is found in the system 
THF-NaAlBu4-cyclohexane at lower temperatures or high concentra­
tions of NaAlBu4 and THF.
viii
INTRODUCTION
"Chemistry is the Art of dissolving natural 
bodies, and of coagulating the same when dissolved, 
and of reducing them into salubrious, safe, and 
grateful medicaments."
Tyrocinium Chymicum, 16101 
Although the concept of chemistry as a science has been 
strikingly altered and expanded since this early definition, the 
expansion of the knowledge of solutions, and ionic solutions in 
particular, has not been as extensive. To be sure, the present 
understanding of ionic solution theory and structure has advanced 
beyond the early concepts in utility and sophistication, but not 
as markedly as other areas of chemistry, such as chemical bonding 
and molecular structure. The limited definition of chemistry 
given above at least recognizes the importance of solutions to 
all fields of chemistry.
The circuitous route leading to the presently held 
theories and concepts of ionic solutions is well known. For a 
first-hand account, flavored by his own observations, the series 
of lectures- by Arrhenius is recommended. 2
In the early 1900's, two divergent branches of investi­
gation grew out of the field of ionic solutions. Here, ionic solu­
tions refer to those in which the interactions are chiefly 
electrostatic in nature. The most fruitful area of concentration 
was that concerned with developing theories and equations to
1
describe the physical chemistry of ionic solutions. Less success­
ful, but of equal importance, was the research directed toward 
determining the solvation numbers of simple ions in solution.
In the more theoretically oriented research into ionic 
solution behavior, a major development came with the Debye-Huckel 
theory, presented in 1925* This theory had unprecedented success 
in describing the thermodynamic properties of dilute ionic solu­
tions. The success and utility of the theory may be illustrated 
by the observation that it is still in use today. According to 
the Debye-Huckel theory, the solvent is treated as a structure­
less dielectric containing the ions. A factor in the Debye-Huckel 
equation which represents the distance of closest-approach 
of the ions (aQ) has been considered to represent the solvated 
ions, so that some regard was given the specific nature of the 
solvent. The a0 term is absent in the most commonly used limiting 
form of the equation, however. The success of the limiting form 
of the Debye-Huckel equation gave little reason to doubt the 
approximations made, and in so doing may have thwarted explora­
tions into the specific role of solvent molecules in ionic solu­
tions.
Another application of the ion-atmosphere theory is to 
be found in the conductance theory proposed by Onsager in I9 2 7.
The only properties of the solvent which were considered were the 
bulk dielectric constant and the viscosity. Further refinements 
of the original Onsager equation consisted of including higher
order terms and allowing for the finite sizes of the ions. This 
ion size is essentially an adjustable parameter, but has been 
taken to reflect solvation effects.
An alternative approach to ion-ion interactions was 
that developed by Bjerrum. He proposed that all ions of opposite 
charge within a particular distance of one another (q) are asso­
ciated to form ion pairs. The model assumed the ions to be rigid, 
unpolarizable spheres and used only the bulk dielectric constant 
to describe the solvent.
In 1933 > fche first of the now classic series of papers 
by Fuoss and Kraus appeared. They explained the results of their 
conductance studies in terms of an extension of the ionic associa­
tion model due to Bjerrum. Greater association was found to occur 
at a given concentration for solvents having lower bulk dielectric 
constants. Correspondingly, for a solvent with given dielectric 
constant, the association increased as the concentration of 
electrolyte increased. The association supposedly proceeded from 
the free ions to ion pairs, then to ion triplets and higher ag­
gregates. Again, no mention was made of any specific role of the 
solvent molecules other than as manifest in the dielectric cons­
tant .
The preceding historical development has been presented 
by Kraus3, and extended into the early 1950fs* More complete and 
detailed discussions of the theories and equations have been given 
by others. 4 »5 »11 It is presented here to illustrate the almost
complete disregard, by the early workers in this field, of any 
role for the solvent other than that of a structureless dielec­
tric containing the ions. Many of the researchers involved in 
ionic solutions studies no doubt realized that definite solvation 
effects are of importance, but the difficulties encountered in 
including specific corrections for such effects evidently proved 
to be too great.
Although much of the early work was devoted to the de­
velopment of equations to describe the behavior of ionic solutions, 
there was also considerable interest in the determination of sol­
vation numbers for ions in solution. The classical methods of 
determining these values and a collection of typical results have 
been presented by Bockris6, and Conway and Bockris.7 Examination 
of the results shown in Table I below illustrates the wide dis­
crepancies found in the values determined for solvation numbers 
utilizing conventional methods.
TABLE I
VALUES OF THE HYDRATION NUMBER OF THE SODIUM ION AT 






Partial molar volume 1
Polarimetric 700 approx.
Much of the problem resulted from an unclear definition of the 
term solvation number. In his review, Bockris6 has defined two 
different types of solvation for ions which are solvated in solu­
tion. The primary solvation sheath refers to those solvent 
molecules held around the ion to the extent that they have lost 
their translational degrees of freedom and move as one entity 
with the ion in its Brownian motion. Secondary solvation refers 
to those solvent molecules not included in the primary solvation, 
but which undergo sufficient electrostatic interaction with the 
primarily solvated ion to affect solvation-dependent quantities.
The discrepancies in the solvation numbers shown in 
Table I are often a result of different values being obtained for 
the secondary solvation sheath of solvent molecules. The value 
will be strongly dependent upon the method used in making the 
measurement. Also, the usual idea of solvation involves a cation- 
solvent interaction since the common solvents are Lewis bases. 
Often, however, there is appreciable interaction between the anion 
and the solvent molecules, and it is difficult for the classical 
methods of monitoring macroscopic properties of the solution to 
differentiate between cation and anion solvation. The problem 
can be summarized by realizing that it is difficult to make micro­
scopic interpretations from measurements of macroscopic properties.
The advent of the use of spectroscopic methods in the 
study of ion-ion and ion-solvent interactions has yielded somewhat
greater information about the species present in solution as well 
as the nature and extent of the interactions. One of the first 
of such studies was that of Griffiths and Symons8 on the changes 
in the ultraviolet spectra of tetraalkylammonium iodides as the 
solvent was varied. These authors gave some of the first direct 
experimental evidence for the existence of the contact and solvent- 
separated ion pairs originally proposed by Winstein.9 The con­
cept of contact and solvent-separated ion pairs was more firmly 
established by the research of Hogen-Esch and Smid10 on the 
ultraviolet and visible spectra of the fluorenyl anion as the 
counter ion, solvent, and temperature were varied.
The possibility of at least two different types of ion 
pairs in solution is now fairly well established. The contact ion 
pair is one in which the anion and cation are in intimate contact,
A solvent-separated ion pair, on the other hand , may be pictured 
as a cation and anion in proximity such that they behave as an 
ion pair, but with a solvent molecule intervening between them.
These are the definitions of Hogen-Esch and Smid,10 and are similar, 
but not identical, to those of Griffiths and Symons.8
The limitation and generalization of the concepts of 
contact and solvent-separated ion pairs has been discussed by 
Szwarc.11,12 The discussion by Szwarc is based upon a model 
originally proposed by Grunwald which describes the potential 
energy of an ion pair in terms of the separation distance, r.18 
In Grunwald’s model, the potential energy diagram shows two minima -
one for r equal to the separation distance of the contact pair, 
the other for r sufficiently large to accommodate just one sol­
vent molecule. The maximum separating the two minima reflects 
the unfavorable situation of the system when the ions are no longer 
in contact, but the space between them is still too small to ac­
commodate a solvent molecule. Szwarc extends Grunwald's static 
model to include the effect of a fluctuating environment of sol­
vent molecules on the potential energy of the ion pair. The 
representation of contact and solvent-separated ion pairs as 
thermodynamically distinct species depends upon the potential 
wells of Grunwald being deep and well defined. Szwarc points out 
that changes in temperature or solvent may so alter the shapes of 
the potential wells that such distinctions are no longer valid.
The extent of ion-ion interactions and the effect of 
changes in solvent upon these interactions has also been studied 
by infrared methods. Edgell and coworkers have observed that the 
carbonyl stretching frequency of NaCo(CO) 4 is subject to a sub­
stantial solvent effect. 14 In the 5-j, region, NaCo(CO) 4 shows 
three bands in THF, while only one band is observed in water and 
dimethylformamide (DMF). The results were interpreted in terms 
of contact ion pairs being present in the THF solutions, and 
solvent-separated ion pairs existing in the water and DMF solutions.
In the studies discussed thus far, the postulated ion- 
ion and ion-solvent interactions have not been directly observed. 
Rather, they have been inferred from the behavior of the anion as
parameters such as temperature, solvent basicity, and cation size 
are varied. Results from the far infrared spectra of different 
electrolytes dissolved in various solvents have been interpreted 
as directly showing vibrations characteristic of the ion-ion and 
ion-solvent interactions present in the solutions. From these 
studies there have resulted two limiting cases - vibrations which 
are a function of the cation and anion, and those vibrations 
dependent only upon the cation and the solvent molecules.
In a continuation of the studies started with NaCo(CO)4 
in THF,14 Edgell and coworkers have observed far infrared bands 
for a serios of alkali metal salts in THF, and in pyridine, 
piperdine, and dimethylsulfoxide (DMSO).15>16 The positions of 
the bands in THF solution were found to be a function of both the 
cation and the anion. For this reason, the bands were assigned to 
an ion-ion vibration. Although the vibrational bands are evi­
dently due to ion-ion interactions, Edgell, et. al. , have shown 
from the pressure dependence of the band position that the solvent 
molecules are also displaced in the vibration.16 This may con­
stitute a solvated ion pair.
For the tetraalkylammonium halides and hydrogen dihalides 
dissolved in benzene, Evans and Lo have also observed bands in 
the far infrared which are assigned to ion-ion vibrations.17 They 
found that the position of the bands in the far infrared spectra 
of these solutions are a function of the anion for any given 
cation. A quadrupolar model was chosen by Evans and Lo to 
represent the vibrating species in solution.
9
When more polar solvents such as dialkyl s u l f o x i d e s 19 
2-pyrollidones,l9>2° and pyridine21 are used, Popov and his re­
search group have shown that there is a band in the far infrared 
spectra of solutions of alkali metal and ammonium salts that is 
independent of the anion. Rather, the band position is a func­
tion of the cation and the solvent used. In this case, the ob­
served vibrations have been assigned to those of the totally 
solvated cation, or a "cation in a solvent cage". The anion does 
not appear to be involved, to any appreciable degree, in the 
observed vibration, but it may well be in the immediate surround­
ings of the totally solvated cation. This, then, may be equi­
valent to a solvent-separated ion pair or free ions.
Another series of measurements of this type was carried 
out by French and Wood who measured the far infrared spectra of 
solutions of sodium tetraphenylborate (NaBPh4) in a series of 
solvents including pyridine and THF. 22 They found a band at 
175 cm” 1 in all the solvents that they studied. From this they 
concluded that the vibration is due to the bare ion pairs. They 
supported this interpretation with the result that substitution 
of ND4 for NH4 produced a shift to lower frequencies. No 
mention is made, however, of the influence of anion substitution 
upon the frequency of the observed bands.
For pyridine, McKinney and Popov21 have shown the 
lithium, sodium, and ammonium salts to be totally solvated. It 
would thus appear that the interpretation of French and Wood is
10
possibly in error for pyridine as a solvent. Additionally,
Edgell, et. al.,16 have found a discrepancy between the band 
position they observe and that reported by French and Wood for 
NaBPh4 in THF solution. The band position for sodium salts in 
DMSO found by Edgell, et. al.,16 agreed with those reported by 
Popov's group.18»19
Studies less direct than those employing far infrared 
methods have been made utilizing NMR techniques. Gore and Gu- 
towsky23 have analyzed the proton line shapes of the methyl groups 
of lithium and sodium tetramethylaluminates (LiAlMe4 and NaAlMe4) 
in the solvents diethyl ether, THF, and dimethoxyethane (DME). 
According to their interpretation, both LiAlMe4 and NaAlMe4 exist 
as contact ion pairs in diethyl' ether solution, while in DME they 
both exist predominantly as the solvent-separated ion pairs. For 
THF solutions, however, Gore and Gutowsky find a strong tempera­
ture and concentration dependence of the proton line shapes.
From this they infer that significant amounts of both types of 
ion pairs are present in the THF solutions. Later results by 
Ross and Oliver24 corroborated those of Gore and Gutowsky for 
LiAlMe4.
To further the understanding of the ion-ion and ion- 
solvent interactions of the alkali metal and related cations, it 
would be advantageous to have additional information in the form 
of solvation numbers for the cations. The difficulties encountered 
in obtaining these values by classical methods has been discussed
11
previously. Spectroscopic techniques circumvent many of the 
problems encountered in the determination of solvation numbers by . 
classical methods, but often they replace them with others pecu­
liar to the technique.
If the proper spectral property of a solution is ob­
served, the signal from the bulk of the solvent will differ from 
that of the solvent molecules which are serving as solvating 
agents. This should therefore afford a method of determining the 
solvation number. Unfortunately, because the spectral shifts are 
often relatively small, the signal from the bulk of the solvent 
will usually mask the signal from bound solvent molecules. To 
avoid this problem, two different approaches are usually employed.
One method is to dissolve the electrolyte in an inert 
solvent, such as benzene, and then add the solvating agent in 
controlled amounts. Even for an equilibrium process, the concen­
trations of free and complexed solvating agents, and the resulting 
signals, will now be of the same order of magnitude. This approach 
is limited, however, by the fact that the common salts with small 
cations are insoluble in non-coordinating solvents. Instead of 
salts of the alkali metal and ammonium cations, solubility 
factors require that larger cationic species such as the tetra- 
alkylammonium ions be used in this method. Yet, for large cations 
with their small charge densities, specific ion-solvent interac­
tions are minimal, if present at all.
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Alternatively, salts with small cations may be dissolved 
in a weakly interacting bulk solvent such as p-dioxane. Here, the 
solvation number can then be determined by adding a much stronger 
solvating agent. This procedure is complicated by the possibility 
of competitive solvation between the added solvating agent and 
the bulk solvent which is present in large excess. This method 
depends upon a large difference in solvating power between the 
bulk solvent and the added solvating agent.
Both of the problems presented above have been avoided 
by Schaschel and Day25 in their determination of the solvation 
number of the sodium ion by THF. They used the unique salt sodium 
tetrabutylaluminate (NaAlBu4) as an electrolyte, and cyclohexane 
as a bulk solvent, to which THF was added as a solvating agent. 
Differences in the chemical shifts of the a-protons of free and 
solvating THF molecules yield a single signal which is the weighted 
average of the two constituents. The position of this NMR peak 
was used to construct classical mole-ratio plots, from which a 
limiting value of four was indicated for the solvation number of
the sodium ion under these conditions. The NMR results also
\
showed that there is no specific interaction between the NaAlBu4 
and the cyclohexane, as would be expected from chemical intuition.
Based on the method of Schaschel and Day, 25 Popov and 
coworkers applied the NMR method to a variety of systems. For 
1-pentanol as a bulk solvent and DMSO as a solvating agent, solva­
tion numbers of two were obtained for both the lithium and ammonium
ions, with no definite value being obtained for sodium. 26 Using p- 
dioxane as the bulk solvent and l-methyl-2-pyrollidone (1M2PY) as a 
solvating agent, a solvation number of four was obtained for the 
lithium ion. 20 When both the method and salt (NaAlBu4) of Schaschel 
and Day25 were used, solvation numbers of six and four were obtained 
for the sodium ion using DMSO and 1M2PY, respectively, with p-dioxane 
as the bulk solvent. 19
Popov's research group has also used far infrared mole- 
ratio studies to determine solvation numbers. Lithium perchlorate 
dissolved in p-dioxane to which 1M2PY was added as a coordinating 
agent gave results in agreement with those obtained by the NMR method.
A summation and presentation of the results discussed thus 
far now seems in order. In solvents of weak to intermediate solvating 
power, such as p-dioxane and THF, alkali metal and ammonium cations 
tend to form contact ion pairs. Specifically for sodium salts, the 
contact ion pair is postulated to be solvated, with the solvent mole­
cules being involved in the vibration ascribed to the contact pair. 16 
The fraction of a salt present as the contact ion pair decreases as 
the size of the cation decreases. 10*23
Stronger^ solvating agents, such as the polyethers (DME and 
various glymes), pyridine, DMSO, and the 2-pyrollidones, give higher 
fractions of the solvent separated ion pairs, or totally solvated 
cations. The fraction of totally solvated species for the lithium 
ion with these solvents approaches unity, and again, the fraction of 
solvent-separated ion pairs in these solvents decreases as the size 
of the cation increases. Thus, cesium gives only contact ion pairs 
at room temperature using DME as a solvent. 10
lh
The tendency to form solvent-separated ion pairs is then 
seen to increase with the basicity of the solvent, with the de­
creasing size of the cation, and with decreases in temperature.
The trends are explicable in terms of increasing ion-solvent 
interactions. The effect of changes in the anion upon the contact 
to solvent-separated ion pair equilibrium has received less atten­
tion, but results for a few anions do show a dependence upon the 
cation affinity of the anion.10 The tendency to form solvent- 
separated ion pairs in THF is much greater for NaAlMe4S3 than for 
fluorenylsodium,10 thereby illustrating the importance of the 
anion in these studies.
The original intent of the project which is the subject 
of this Dissertation was to determine the solvation number for the 
sodium ion in the system THF-NaAlBu4-cyclohexane, utilizing infra­
red techniques. The results could then be compared with the 
analogous determination by other methods developed in this labora­
tory. These include NMR, conductivity, and calorimetry.
At the time of conception of the problem, results of the 
various spectroscopic investigations which show the presence'and 
extent of ion pairing were just beginning to appear, and the im­
portance of ion-ion interactions was not fully appreciated. As 
more information came to light, pointing out the importance of 
contact ion pair formation for sodium salts in solvents of low 
dielectric constant, it was realized that the study would not be 
a simple determination of solvation numbers. By using cyclohexane
as a bulk solvent, the problem of competitive solvation was avoided, 
but it was replaced by one of increased ion-ion interactions. The 
project was therefore expanded to include the effect of ionic sol­
vation upon ion-ion interactions, to the extent that such informa­
tion can be inferred from solvation studies.
The literature thus far discussed does not constitute a 
complete survey, but it does trace the more recent developments in 
the study of ionic solutions, and considers most of the material 
pertinent to the work which is to be presented.
EXPERIMENTAL
General Considerations. Some of the compounds used in 
the course of this study are oxygen and moisture-sensitive, thereby 
necessitating special techniques for their handling and manipula­
tion. Aluminum tributyl (AlBu3), a liquid, is pyrophoric and re­
acts violently with water. The solid NaAlBu4 decomposes more 
slowly in air, but it also reacts vigorously with water. The 
reactivity of NaAlBu4 is similar to that of the sodium used in 
its preparation.
General techniques for handling aluminum-alkyls and 
related compounds are available from the manufacturer.27 These 
recommendations are especially concerned with the safety aspects 
involved when using these somewhat dangerous compounds. Of equal 
concern here is the problem of decomposition and resulting conta­
mination of AlBu3 and NaAlBu4. To avoid these problems, standard 
procedures must be modified so that they may be carried out with 
rigorous exclusion of oxygen and moisture. Many of the experi­
mental techniques to be discussed were developed in order to meet 
the criteria of safety and purity.
Glove Box. The glove box used in this study was con­
structed in the machine shops of the Chemistry Department of 
Louisiana State University-Baton Rouge.28 It is made of stainless 
steel and equipped with front viewing port and arm-holes. Mani­
pulations inside the box are made with the use of heavy-duty rubber
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gloves attached to the arm-holes. Material is brought into the 
box through an entrance port, which is equipped with doors both 
to the atmosphere and to the box interior. The port is so arranged 
that it can either be evacuated or have its atmosphere circulated 
through the purification train, to be described. When material 
to be taken into the box is of such a nature that the port can 
not be evacuated, the port is flushed with nitrogen and the atmos­
phere is then cycled through the purification train before taking 
the material into the box.
Circulation of box or port atmosphere is effected by 
means of a converted refrigerator pump. 28 The purification train 
consists of a dry ice trap, a copper oven, and finally molecular 
sieves (Linde 3A). Nitrogen is used for the glove box atmosphere. 
Before entering the system, the nitrogen is passed through a 
copper oven similar to that used in the purification train. The 
copper; ovens are composed of copper scouring pads placed in a 
capped 2-1/2 inch pipe, ca. 2h inches long. Stainless steel fit­
tings in the caps on the end of the pipe allow the ovens to be 
connected with the rest of the system. The pipes are wrapped 
with asbestos paper for electrical insulation, and then with ca.
18 gauge "chromel" wire at ca. 5 mm spacing for heating purposes. 
The whole of this is then insulated with commercial pipe insula­
tion, approximately 1 inch in thickness.
Regeneration of the copper ovens is carried out daily 
and accomplished by passing hydrogen gas through the hot copper
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mesh. When employed in the purification train, the molecular 
sieves are used at ambient temperatures. For regeneration, they 
are heated and flushed with nitrogen gas. This is done approxi­
mately once a week.
Sodium Tetrabutylaluminate. A modification of the 
method for preparing analogous alkali metal tetraalkylaluminates 
reported by Zakharkin and Gavrilenko29 is used to prepare NaAlBu4. 
This consists of the addition of one mole of AlBu3 (I98 g) to a 
sodium dispersion containing an excess of sodium (23 g total) in 
200 ml of n-heptane. The reaction is carried out in a 3“necked 
flask of one liter capacity, equipped with an addition funnel for 
the AlBu3 , a high speed stirrer, and a reflux condenser. The vent 
on the reflux condenser is attached to a nitrogen bubbler so that 
the reaction may be carried out under a nitrogen atmosphere. The 
high speed stirrer consists of a "Dispersator" head made by 
Premier Mill Corp. of Geneva, New York , used in conjunction with 
a Variac controlled "Skil" model 146 hand grinder, manufactured by 
Skil Corp., Chicago, Illinois. All of the A1Bu3 is added to the 
sodium dispersion within ca. 20 minutes, and the mixture is heated 
and stirred for an additional 1j0 minutes in order to allow the 
reaction to proceed to completion.
The reaction flask and contents are then transferred 
into the glove box, where the reaction mixture is filtered through 
a fritted glass funnel to remove unreacted sodium and reaction by­
products. The n-heptane is removed from the crude NaAlBu4 by 
vacuum evaporation. Purification of the NaAlBu4 is effected by 
recrystallization from n-pentane or petroleum ether (b.p. 30-60° C)
at dry ice temperatures. This is accomplished by placing the 
solution of NaAlBu4 in dry ice and allowing crystals to form. 
Sufficient solvent must be employed in order to avoid freezing 
the entire mass. After allowing the crystals and mother liquor 
to equilibrate at temperatures slightly above that of dry ice, the 
supernatant liquid is decanted through a sidearm stopcock into an 
evacuated flask. The NaAlBu4 is then returned to the glove box, 
where it is dried under vacuum to yield a white crystalling pro­
duct.
The NaAlBu4 is checked for purity by aluminum determination. 
A weighed sample of NaAlBu4 is allowed to slowly decompose in the 
atmosphere until it no longer gives a violent reaction with traces 
of water. The decomposition products are dissolved in aqueous 
acid, and the aluminum is then precipitated as the 8-hydroxy- 
quinolate. 30 Experimentally determined values of $-Al were always 
within 0 .5$ of the theoretical value of 9*68$-Al.
Distillation. The refluxing, distilling, and collecting 
of solvents was carried out under a nitrogen atmosphere. Collec­
tion flasks were equipped with two Teflon stopcocks, thereby 
allowing the continuous flow of nitrogen gas through the entire 
system while solvent was being collected. Fractionation was 
accomplished with a 60 cm vacuum-jacketed column filled with glass 
beads. The initial and final 10$ portions of the solvent were 
rejected, with only the middle (ca. 80$) cut being used.
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Solvents. The methods described by Perrin, Armarego, 
and Perrin31 were used as a guide in the purification of all 
solvents.
Hydrocarbons. Benzene, cyclohexane, pentane, and petroleum ether 
were stirred over concentrated H2S04, washed with water, stirred 
over KOH, and distilled from CaH2. Normal heptane to be used as 
a solvent for NaAlBu4 synthesis was de-oxygenated by bubbling 
nitrogen through it and used without further purification.
Ethers. Tetrahydrofuran (THE) and 1,2-dimethoxyethane (DME) were 
stirred over KOH and distilled from CaH2.
Solutions. All quantitative solutions were prepared by 
diluting a weighed quantity of solute to volume with the appro­
priate solvent. For those solutions which were to contain NaAlBu4, 
all manipulations involving exposure of the solute or solvent were 
carried out inside the glove box. Weights of the solutes were 
determined by differences, with weighing of the stoppered flasks 
being done outside of the glove box.
Stock Solutions. Stock solutions of NaAlBu4 were prepared by 
diluting a weighed quantity of the salt to volume with the appro­
priate solvent. Dissolution of the NaAlBu4 is not immediate and 
takes considerable time for the more concentrated solutions, even 
with shaking.
Standard Solutions. Standard solutions of THF in cyclohexane 
were prepared by diluting weighed amounts of THF to volume with 
cyclohexane. Preparation of such solutions was done outside the
21
glove box with the same source of solvents being used for these 
solutions as for those containing NaAlBu4. When a different sol­
vating agent or bulk solvent was used, the same general procedure 
was followed.
Sample Solutions. Solutions of varying THF concentration and a 
constant NaAlBu4 concentration were prepared by adding an aliquot 
of standard NaAlBu4 solution to the weighed quantity of THF, and 
diluting to volume with cyclohexane. When another solvating agent 
or bulk solvent was used, the same general procedure was followed. 
Sample solutions were transferred to the infrared cell inside the 
glove box.
Non-Ambient Solutions. Standard and sample solutions for studies 
at temperatures other than ambient were prepared in specially 
calibrated flasks using the methods described previously. Cali­
brations were made to compensate for volume changes in the solu­
tions upon heating or cooling the flasks. Sample solutions so 
prepared in the glove box were then transferred to serum vials 
equipped with rubber septums. The vials were removed from the box 
and placed in a constant temperature bath at or near that tempera­
ture at which the spectra were to be recorded. A syringe was used 
to remove sample from the vial and to fill the infrared cell.
Both the cell and syringe were flushed with nitrogen prior to use.
Spectra. A Beckman IR7 infrared spectrophotometer was 
used to record all spectra. The instrument was used in double­
beam mode with programmed slits. Spectra were recorded vs. air 
in the reference beam.
Cells. Beckman FH-01 vacuum-tight liquid cells equipped with 
sodium chloride or potassium bromide windows were used. Path 
lengths in the range 0 .0 3 mm to 0 .0 5 mm were obtained through the 
use of amalgamated lead spacers.
Temperature Control. For spectra recorded below ambient tempera­
tures, a model WJ-1 jacketed cell holder supplied by Beckman 
Instruments was used. Mineral oil from a constant temperature 
bath held at 10° C was circulated through the cell holder using 
Tygon tubing insulated with Armstrong "Armaflex" insulation (3/8"
ID X 1/2") and a Cole-Palmer circulating pump placed in the line 
after the cell holder. The bath was equipped with a thermistor 
controlled Sargent Thermonitor and a copper cooling coil which 
was attached to a Sargent Water'Bath Cooler. This arrangement 
allowed the temperature of the FH-01 cell to be held at ca. 13° C. 
In order to prevent moisture condensation on the cell windows at 
this temperature, it was necessary to direct a stream of nitrogen
onto both windows of the cell. (
For spectra recorded above room temperature, a model J-l 
Electric Heating Jacket cell holder, also supplied by Beckman 
Instruments, was used in conjunction with the FH-01 cell. A
variable transformer was used to hold the cell temperature at
J+0° C.
Temperature Measurement. The temperature of the cell was monitored 
with a copper-constantan thermocouple. The thermocouple was placed 
in a hole drilled in the front window of the FH-01 cell such that
the temperature of cell was measured at a point in the window ap­
proximately I .5 mm from the sample. A Leeds and Northrupp 
potentiometer and an ice-water reference were used in conjunction 
with the thermocouple.
Treatment of Data. In order to determine the concentra­
tion of free THF in THF-NaAlBu4-cyclohexane solutions, spectra of 
standard solutions of THF in cyclohexane of known THF concentra­
tion were recorded from $00 cm" 1 to II50 cm"1.. An artificial 
base line32 was constructed and used to determine the incident 
radiation ($TQ). The intensity of the 1071 cm" 1 band of THF ($T) 
was read from the point of maximum absorbtion of the band. The 
per cent transmittances were then converted to the respective 
absorbances (Ao and A), and their difference (A-Ao) was plotted 
versus the concentration of THF. Some curvature of the plots was 
observed at higher concentrations of THF, but in the range of THF 
concentrations used the plots were linear.
Values for the net absorbances (A-Ao) of the 1071 cm"1 
band of THF in THF-NaAlBu4-cyclohexane solutions were determined 
in the same manner as for the THF-cyclohexane standard solutions. 
These net absorbances were then used to determine the concentra­
tions of free THF ([THF-free]) by comparing the (A-Ao) values to 
the standard plots. Since the total concentration of THF in the 
system ([THF-total]) is known, the concentration of solvating THF 
([THF-bound]) can be determined by differences. Plotting the 
ratio [THF-bound]: [NaAlBu4] versus [THF-total]: [NaAlBu4] gives
2k
average value plots (n plots) from which the solvation number may 
be obtained.
The different values used to construct n plots were ob­
tained randomly, and not sequentially. All determinations were 
made within h8 hours after preparing the stock solution in order 
to minimize problems due to decomposition, changes in cell path 
length, instrument variances, etc.
RESULTS AND DISCUSSION
Infrared Spectra. In Figure I is shown the infrared 
spectrum of THF in the 900 cm” 1 to II5O cm” 1 region. The bands of 
interest are those at 1071 cm” 1 and 9^3 cm” 1 which have been as­
signed to the asymmetric and symmetric (ring breathing) C-O-C 
stretching modes, respectively. 33
The spectrum of cyclohexane in this same region is shown 
in Figure 2. The bands present are due to carbon-carbon stretching 
and carbon-hydrogen deformation modes of the molecule. In par­
ticular, the absorbtions at 903 cm” 1 and 1107 cm"1 have been as­
signed to carbon-hydrogen deformations, and that at 1040 cm” 1 to 
a ring (carbon-carbon stretch) vibration. 34
Figure 3 shows a Nujol mull spectrum of NaAlBu4 in the 
900 cm” 1 to II5O cm"1 region. For sodium tetraethylaluminate 
(NaAlEt4), bands in this region have been assigned to various 
carbon-carbon and carbon-hydrogen deformations. 35 It is to be 
expected that absorbtions of NaAlBu4 in the same region would 
also be those of the alkyl chains of the anion. The aluminum- 
carbon deformations would be expected at somewhat lower frequencies.
The spectra of THF-NaAlBu4-cyclohexane solutions of a 
constant NaAlBu4 concentration and varying concentrations of THF 
are shown in Figure if. At low ratios of [THF-total]: [NaAlBu4],
. the THF bands at 1071 cm"1and 9^3 cm"1 are not evident, but there 
is observed a band at ca. 1048 cm" 1 which is not due to any of
25

























Figure 3 Infrared Spectrum of a Nujol Mull of NaAlBu4 in the 












Figure 4. Infrared Spectra of THF-NaAlBu4-cyclohexane Solutions in 
the 900 cm- 1  to H 5O cm"1 Region. Concentration of
1
NaAlBu4 is O.O78 M. Ratios of [THF-total]: [NaAlBu4] are















the three constituents alone. Another such band is present in 
the 900 cm"1 region, but it is obscured by the 9^3 cm"1 band of 
cyclohexane. As the ratio [THF-total]: [NaAlBu4] is increased, 
the THF bands at 1071 cm"1 and 913 cm"1 appear; the 913 cm"1 
band as a shoulder on the 903 cm"1 band of cyclohexane. Increasing 
the [THF-total ]: [NaAlBu4] ratio further produces an increase in the 
intensities of the 101*8 cm"1 band and the THF bands at 1071 cm"1 
and 9I5 cm"1. Further, it is noted that as the [THF-total ]: [NaAlBu4] 
ratio is increased, the band originally present at 10l*8 cm"1 shifts 
to a limiting value of 1053 cm"1.
Infrared spectra of THF solutions of NaAlEt4 and sodium 
tetraoctylaluminate (NaAl0ct4) have shown shifts for the 1071 cm" 1 
and 9I5 cm" 1 bands similar to those observed for THF in THF- 
NaAlBu4-cyclohexane solutions. 36 For the THF adducts of aluminum 
trichloride, the 1071 cm"1- band is shifted to 990 cm"1, with the 
9I3 cm"1 band also being shifted to a lower, unspecified frequency. 37  
These observations and the spectra of Figure 1* are taken to indi­
cate that in THF-NaAlBu4-cyclohexane solutions, there is a specific 
solvation of the sodium ions by THF molecules. The solvation of 
the sodium ions and complexation of AlCl3 by THF both produce 
shifts to lower energies for those vibrations involving the ether 
linkage. That the interaction is between THF and the sodium ion, 
and not the anion, is shown by the similar spectral behavior of 
the sodium tetraethyl-, tetrabutyl-, and tetraoctylaluminates.
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The new bands are evidently perturbations of the vibra­
tional inodes normally occurring at 1071 cm”1 and 9I3 cm"1. When 
a THF molecule solvates a sodium ion, there will be a decrease in 
charge density in the carbon-oxygen bond due to interaction of the 
THF dipole with the positive ion. Such a decrease in charge 
density will presumably weaken the carbon-oxygen bond and thereby 
shift its characteristic vibrational frequency to lower energies.
Analogous behavior has been observed for l-methyl-2- 
pyrollidone (1M2PY) and lithium iodide in p-dioxane solution.20 
Infrared spectra in the 1600 cm"1 to 1800 cm"1 region for these 
solutions shows the presence of two bands. The normal carbonyl 
band of 1M2PY occurs at I692 cm"1. Another band which is found 
at I67I cm"1 has been assigned to the carbonyl stretch of those 
1M2PY molecules solvating the lithium ion. Replacement of lithium 
iodide with lithium perchlorate gave identical results, illustrating 
that the interaction is with the lithium ion.
The shift of the perturbed THF band from 10h8 cm"1 at 
low [THF-total]V[NaAlBu4] ratios to a final value of IO53 cm"1 at 
higher ratios is ascribed to an increase in the number of THF 
molecules solvating any one sodium ion. As the number of THF 
molecules solvating an.ion increases, the average charge per 
solvating molecule decreases, thereby decreasing the perturbation 
of the carbon-oxygen bond. This will result in a shift of the 
vibrational frequency to higher energies.
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Average Value Plots. Use of the quantitative informa­
tion obtained from the infrared spectra enabled construction of 
the n plots shown in Figures 5 through 8 . The data used to con­
struct these plots are presented in Tables II through V. The 
concentrations of NaAlBu4 for which n plots are shown range from 
ca. 0.00k M to 0 .2 6 9 M.
Qualitatively, the features of the n plots are somewhat 
similar. At low [THF-total]: [NaAlBu4] ratios, the slope of the 
curve is comparatively steep, but it decreases and tends toward 
a value of zero at higher ratios. The shape of the curve reflects 
the solvating process taking place in solution. The slope of the 
curve in an n plot is given by the ratio [THF-bound]: [THF-total], 
and so indicates the fraction of all THF present in the system 
which is solvating the sodium ions. A slope for the curve of ap­
proximately unity implies that each THF molecule added to the 
solution is solvating a sodium ion. A decrease in the slope in­
dicates that additional THF molecules are no longer all solvating 
the cation, but that an equilibrium exists between free and bound 
THF molecules. At the greater ratios of [THF-total]: [NaAlBu4] 
where the slope tends toward zero, THF molecules added to the 
system are no longer serving as solvating agents, but are present 
in solution as free THF molecules.
It is that portion of the n plot where the slope of the 
curve approaches zero that the limiting n (Lim n) for the system 
is obtained. The Lim n is then the apparent solvation number of
TABLE II
DATA FOR CONSTRUCTING n PLOTS OF FIGURE 5 
Concentrations are in Moles Liter"1
THF-Total THF-Free THF-Bound THF-Bound NaAlBu4
THF-Total
NaAlBu4
■NaAlBu4 =  0 .001*5 M-
0.0022 0.0010 0.0012 0.26 0.1)8
0.0097 0.0078 0.0019 0.1*1 2.11
0.0131 0.0160 0.0071 1.5^ 2.85
O.OI36 0.0130 0.0006 O.I5 2.96
0.0235 . 0.0212 0.0023 O.5O 5.10
0.0395 0.0380 0.0015 O.32 8.59
o.oi*oi 0.0378 0.0023' 0.50 8.70
o.oi»03 O.O386 0.0023 0.50 8 .75
O.OtoT 0.0389 0.0018 0 .59 8.81*
0.01*35 0.01*10 0.0023 O.5I* 9.^5
0 .01*87 0.01*50 0.0037
.NflAlRn — n DIO
0.80 10.6
AN dxi A D U  a \J , V J  x\J li "
0.017 0.008 0.009 0 .9 1 .7
0.033 0.019 0 . 0 1 1 * 1.1* 5*5
0.033 0.020 0.013 1.5 5-5
0.052 0 .03 7 0.015 1-5 5-2
0.052 O.O36 0.016 1.6 5.2
0.067 0.051 0.015 1-5 6 .7
0.070 0.052 0.017 i.7 6.9
0.087 0.072 0.016 1.6 • 8 .7
0.093 0.077 0.016 1.6 9-5




NaAlBu4 » 0.022 M-
0.015 ~0 0.015 0.58 O.58
0 .040 0.010 0.050 1.54 1.50
0 .04 8 0.010 0.058 1.70 2 .1 4
0.071 0.050 0.041 1.85 3.17
0.076 0.052 0.044 1.97 3.39
0.085 O.O58 0.045 2.01 3.70
0.088 0.044 0 .044 1.97 3.93
0 .1 1 4 0.066 o.o48 2.14 5.09
0 .1 2 8 0.078 0.050 2.25 5.72
0 .1 4 2 0.096 0.046 2.05 6.54
0.162 0 .114 0.048 2 .14 7.22
0.166 0.120 0.046 2.05 7.42
0.174 0.125 0.049 2.18 7.77
0 .1 8 4 O.I57 0.047 2.10 8.21
0 .20 8 0.159 0.049 2.19 9.29
Figure 5 Average Value Plots, n, of the Ratio [THF-Bound ]: [NaAlBu4] 
vs. Ratio [THF-Total]:[NaAlBu4] for NaAlBu4 Concentrations 
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TABLE III
DATA FOR CONSTRUCTING n PLOTS OF FIGURE 6 
Concentrations are in Moles Liter"1
THF-Total THF-Free ___ , THF-Bound! THF-Bound NaAlBu4
THF-Total
NaAlBu4
J . Y C U I . J . U U4 w  vi-
O.O35 0.002 O.O33 0 .97 1.02
0.052 0.008 0 .0 44 1.28 1 .46
0 .09 4 0.027 0.067 1.95 2 .75
0.102 0.031 0.071 2.06 2.96
0.116 0.041 0.075 2.18 5-57
0.130 O.O55 0.075 2.18 5*78
0 .2 0 4 0.127 0.077 2.24 5 .94
0.223 0.143 0.080 2.32 6 .49
0.260 O.I77 0.083 2.41 7 .55
0.276 0.190 0.086 2.50 8.03
O.323 0 .234 0.089 2.58 9 .43
0.34) 0.252 0.088 2.56 9 .89
0.355 0.268 0.085
.m q a i i j ,, c - n  n l iAc; "M.-.
2.47 10.3
0.063 ~0 0.063 I.29 I.29
0.092 0.002 0.090 1.85 I.89
0.114 0.030 0 .0 8 4 1.75 2.34
0.119 0.025 O.094 1.93 2 .4 6
0.137 0.042 O.095 1.96 2.83
0.151 0.067 0 .084 1-75 3 .11
0.181 0.091 0.090 1.85 5-75
0.191 0.105 0.086 1.77 5-95
0.215 0.120 O.095 1.96 4 .4 4
0 .248 0.145 0.103 2.12 5.10




0.365 0 .280 0.085 1*75 7.55
0.386 0 .288 0.098 2.02 7.95
0 .1*20 0.352 0.088 1.81 8.65
- ....... -.....-..... NaAlBu4 = 0.0516 M......................
0 .0 8 3 0 .0 1 3 0 .0 7 0 1 .35 1.61
0 .2 2 1 0 .1 0 5 0 .1 1 6 2 .2 8 1*.27
0 .311* 0 .19D 0 .121* 2 .1{0 6 .10
0 .1*37 0 .3 0 7 0 .1 3 0 2 .51 8 .1*5
0 .5 0 5 0 .3 7 5 0 .1 3 0 2 .5 2 9 .8 0
.1 ■■ I — . ................     1 ■ ■ "■ ■ ■  ■ ' S ■
Figure 6 Average Value Plots, n, of the Ratio [THF-Bound ]: [NaAlBu4]
vs. Ratio [THF-Total]:[NaAlBu4] for NaAlBu4 Concentrations
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TABLE IV
DATA FOR CONSTRUCTING n PLOTS OF FIGURE 7 
Concentrations are in Moles Liter”1
THF-Total THF-Fre.e THF-Bound THF-Bound NaAlBu4
THF-Total
NaAlBu4
-NaAlBu4 = 0.0783 M~
0.088 0.017 0.071 0.91 1.13
0.092 0.015 0.077 O.98 1.18
0.139 0.023 0.116 1.48 1.78 -
0.184 0.042 0.142 I.83 2.35
0.213 0.050 O.I63 2.08 2.72
0.268 0.100 0.168 2.15 3.42
O.276 0.103 0.173 2.21 3.53
O.329 0.135 0.194 2.48 4.20
O.392 0.198 0.194 2.48 5.01
0.435 0.242 O.I93 2.47 5.56
0.571 O.368 0.203 2.59 7.30
0.641 0.433 0.208 2.66 8.20
0.721 0.524 O.I97 2.52 9.21
0.728 O.5I8 0.210 2.69 9.3O
-NaAlBu4 = 0.106 M—
0.H5 0.020 0.095 0.90 1.09
0.223 0.033 0.190 1.79 2.11
0.276 0.057 0.219 2.07 2.61
0.293 0.060 0.233 2.20 2.77
0.370 0.120 O.25O 2.36 3.50
0.395 0.139 O.256 2.42 3-74
0.436 0.172 0.264 2.50 4.15
0.505 0.225 0.280 2.65 4.77
0.603 O.3I6 0.287 2.72 5.71
Continued
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0.718 0 .1»07 0.311 2.94 6.79
0.820 0.524 0.296 2.80 7.76
0.988 0.697 O.291
— NaAlBu4 = 0.136 M--
2.76 9.35
0.132 0.012 0.120 0.88 0.97
0.214 0.023 0.141 l.bO 1.57
0.264 0.035 0.229 1.68 1.94
0.286 0.047 0.239 1.76 2.10
0.324 0.055 0.269 1.98 2.38
0.397 0.097 O.3OO 2.21 2.92
0.453 O.I38 O.3I5 2.32 3-33
0.494 . 0.153 0.341 2.51 3.63
0.5to 0.207 O.333 2.45 3-97
0.625 0.273 O.352 2.59 ^•59
0.715 0.363 O.352 2.59 5.25
0.777 0.423 0.354 2.60 5.71
0.856 0.463 0.393 2.89 6.30
0.953 0.589 0.364 2.68 7.00
1.250 0.861 O.389 2.86 9.20
Figure 7 Average Value Plots, n, of the Ratio [THF-Bound]:[NaAlBu4]
vs. Ratio [THF-Total]: [NaAlBu4] for NaAlBu4 Concentrations
of O.O783, 0.106, and O.I36 M.
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DATA FOR CONSTRUCTING n PLOTS OF FIGURE 8 
Concentrations are in Moles Liter"1
m „ , THF-Bound THF-TotalTHF-Total THF-Free THF-Bound ■ „ --- • - - ---  NaAlBu4 NaAlBu4
NaAlBu4 = 0.201 M-
0.116 ~  0 0.116 O.58 0.58
0.202 ~ 0 0.202 1.00 1.00
0.225 0.018 0.205 1.02 i.ll
0.253 0.005 0.228 1.13 1.16
0.433 0.033 0.400 1.99 2.15
0.589 0.099 0.490 2.44 2.93
0.721 0.180 0.541 2.69 3.59
0.856 0.320 0.536 2.67 4.26
1.000 0.415 O.585 2.91 • 4.97
1.117 0.525 0.592 2.97 5-55
1.180 0.586 0.594 2.95 5-87
1.385 0.761 0.624 3.10 6.88
1.609 0.955 0.654 3.25 8.00
1.630 0.935 0.637 3.16 8.10
1.766 1.056 0.520 2.59 8.83
NaAlBu4 = 0.245 M-
0.220 ~  0 0.220 0.90 0.90
0.241 0.020 0.221 0.90 0.98
0.308 /s'.0 0.308 1.26 1.26
0.496 0.047 0.449 1.83 2.02
0.614 0.080 0.534 2.18 2.50
0.761 0.160 0.601 2.45 3.10
0.922 0.265 0.657 2.68 3.76
0.981 0.285 0.696 2.84 • 4.00
Continued
1.125 0.435 0.690 2.81 4.58
1.250 O.5I5 0.735 3.00 5.10
1.500 0.570 0.730 2.98 5.30
1.527 0.725 0.802 3.28 6.23
1.658 0.860 0.798 3.28 6.78
1.762 0.997 0.765 3.12 7.19
1.877 I.033 0.844 3.44 7.66
1.963 1.160 0.803 3.38 8.01
2.131 1.195 0.936 3.82 8.69
2.175 I.283 0.892 3.64 8.87
2.277 9.29
-NaAlBu4 = 0.269 M—
0.260 ~ 0 0.260 0.96 0.96
0.268 0.022 0.246 0.92 1.00
0.389 O.O33 O.356 I.32 1.44
0.569 0.050 O.5I9 1.95 2.11
0.687 0.110 0.577 2.14 2.55
0.698 O.O98 0.600 2.23 2.60
0.817 0.14-3 0.674 2.50 3.03
1.101 O.363 0.738 2.74 4.09
1.105 O.36O 0.745 2.77 4.11
1.351 O.562 0.789 2.93 5.03
1.632 0.785 0.847 3.15 6.06
1.881 O.95O O.93I 3.46 6.99
2.156 1.200 0.956 3.56 8.01
2.422 1.1)02 1.020 3.79 9.00
Figure 8 Average Value Plots, n, of the Ratio [THF-Bound]: [NaAlBu4]
vs. Ratio [THF-Total ]: [NaAlBu4] for NaAlBu4 Concentrations
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the sodium ion in the system under study. The values of Lim n 
for different concentrations of NaAlBu4 are thus obtained from 
the n plots, and estimated to be accurate to within jjD.l units.
Concentration Effects. The dependence of Lim n upon 
concentration of NaAlBu4 is shown graphically in Figure 9» A 
concentration dependence of the solvation number suggests the 
possibility of competition between the anion and the solvent mole­
cules for coordination sites on the cation. A distinction is made 
here between the solvation number, which refers to the number of 
solvent or solvating molecules interacting with the ion in its 
primary sheath, and the coordination number, -which is the total 
number of ligands (anions, solvent molecules, etc.) grouped about 
the ion in the primary sheath.
The attainment of Lim n only at higher ratios of 
[THF-total ]: [NaAlBu4] may well be due to a difficulty in dis­
placing the anions by the THF molecules. Steric crowding of the 
THF molecules would give shapes for the n plots similar to those 
obtained, but such interactions between the bound THF molecules 
would not explain the observed dependence of Lim n upon the con­
centration of NaAlBu4.
Competition of the anions for coordination sites on 
the cation would presumably be greatest at the higher concentra­
tions of NaAlBu4, and therefore a decrease in the value of Lim n 
as the concentration of NaAlBu4 is increased would be expected.
As may be seen from Figure 9> the-opposite result is obtained,
TABLE VI
DATA FOR CONSTRUCTING THE PLOT OF 
Lim n vs. CONCENTRATION OF NaAlBu4 OF FIGURE 9





























.i.e., values of Lim n increase with increasing concentration of 
NaAlBu4. Factors other than just the usual sort of anion-solvent 
competition must be considered to explain such behavior.
The presence of any appreciable cation-anion associa­
tion in solutions of NaAlBu4 should be evident from the results 
of molecular weight determinations. Attempts to determine the 
extent of aggregation of NaAlBu4 in solutions have been made 
using vapor pressure osmometry and freezing point depressions. 
Consistant or reproducible results were not obtained in either 
case.38 The difficulty is evidently due to decomposition of the . 
NaAlBu4. Utilizing a technique that allows all measurements to 
be made in an inert atmosphere, preliminary results from J. H. 
Muller show that NaAlBu4 is associated in cyclohexane solution, 
with a tendency to form higher aggregates at higher concentra­
tions of NaAlBu4.39
The increase in Lim n as the concentration of NaAlBu4 
is increased is not due to an equilibrium effect favoring anion 
association at higher NaAlBu4 concentrations since the dependence 
is in the opposite direction. In cyclohexane solutions of NaAlBu4, 
the degree of aggregation increases with the concentration of 
NaAlBu4, but it is just in these more concentrated solutions 
that the value of Lim n is greatest. Although the fraction of 
NaAlBu4 present as aggregates increases with concentration, the 
intensity of the interactions must be less in order to give 
greater values of Lim n. That is, at higher NaAlBu4 concentrations,
k9
the aggregates must be less stable to attack by solvating THF 
molecules than the species present at lower concentrations, 
thereby giving greater values of Lim n at higher concentrations.
The communication published by Tsatsas and Risen40 on 
the far infrared and Raman studies of NaAlBu4 in cyclohexane, THF, 
and THF-cyclohexane mixtures, and of KA1Bu4 in THF proved in­
valuable in interpreting the results presented thus far. For 
solutions of NaAlBu4 in cyclohexane, two bands are found in the 
far infrared region. At low concentrations of NaAlBu4 (0.03 M), 
a band at 195 +5 cm”1 is predominant, with another band present 
at 160 +5 cm"1. As the concentration of NaAlBu4 is increased, 
both bands increase in intensity, but at higher NaAlBu4 concen­
trations (O.25 M) the band at 160 +5 cm"1 is the predominant one.
A band at ca. 320 cm"1 which shows only a very slight shift in 
position but which increases in intensity as the NaAlBu4 concen­
tration is increased is assigned to the anion. Tsatsas and Risen 
interpret their spectral results to mean that in NaAlBu4-cyclo­
hexane solutions there are two different environments for the 
sodium ion with significantly differing force fields, but they do 
not attempt to identify these species.
Spectra of THF solutions of NaAlBu4 and KAlBu4 contain 
bands at 195 +5 cm"1 and I5O +5, respectively, in addition to the 
anion band at 320 cm"1. For the NaAlBu4-THF solutions, no band 
is observed at 160 +5 cm"1.
As THF is added to a solution of NaAlBu4 in cyclohexane 
(0.02 M), bands at both 160 +5 cm"1 and 195 +5 cm"1 are present at
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a [THF-total]:[NaAlBu4] ratio of O.3. As the ratio is increased,
the band at 195 +5 cm"1 becomes the only one evident (besides the 
320 cm"1 anion band), and continues to increase in intensity until 
the ratio is 4. Increasing the [THF-total]:[NaAlBu4] ratio from 
4 to 5 produces only a trivial increase in intensity.
These authors also observed a Raman band at 202 cm-1
for NaAlBu4 in cyclohexane, with no such Raman band being observed 
in the THF solutions. Addition of THF to a cyclohexane solution 
of NaAlBu4 has no effect upon the 202 +3 cm"1 band at a ratio of 
5, but increasing the [THF-total]:[NaAlBu4] ratio to 20 causes 
the band to disappear.
A less extensive study of the far infrared spectra of 
solutions of NaAlBu4 in n-heptane and p-dioxane as solvents was 
carried out by Weupper and Popov.19 They observed only a single 
broad band for both systems in the region from I5O cm"1 to 
25O cm"1 (O.36 M in NaAlBu4).
Points of particular interest resulting from the work 
of Tsatsas and Risen are the presence of two bands for the NaAlBu4- 
cyclohexane solutions, and the Raman active band for the cyclo- 
hexand and THF-cyclohexane solutions of NaAlBu4. Neither of 
these results was anticipated in view of other studies,16 and 
any model proposed to explain the concentration dependence of 
Lim H  must also be consistent with the far infrared spectral 
properties of the solutions.
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From the extensive studies of the far infrared spectra 
of THF solutions of sodium salts, Edgell and coworkers15*16 have 
shown that there is a band in the 200 cm-1 region which they at­
tribute to the vibration of the solvated contact ion pair. By 
analogy, then, it may be concluded that the band at 195 £5 cm"1 
observed in the spectra of solutions of NaAlBu4 in THF is due to 
such an ion pair vibration. The presence of a band in the same 
position with cyclohexane as solvent would logically be assigned 
to the same vibration. The 195 £5 cm"1 band in cyclohexane solu­
tions is predominant at the lowest concentrations of NaAlBu4, 
and this is what would be expected for an ion pair vibration.
In view of the material presented thus far concerning 
the dependence of Lim n upon concentration of NaAlBu4, it is 
proposed here that the band at 160 +5 cm"1 is due to the vibra­
tions of larger aggregates. The 160 +5 cm"1 band predominates 
over the 195 £5 cm”1 band in the spectra of cyclohexane solutions 
of NaAlBu4 at higher concentrations, and such behavior would be 
consistent for the vibrations of aggregates. Since the 160 +5 cm"1 
is not observed in the spectra of THF solutions of NaAlBu4, it is 
evidently not due to any cation-solvent vibrations.
The’ relative positions of the two bands which are 
tentatively assigned to the ion pair and aggregate vibrations are 
what might be expected. Evans and Lo17 have reported their results 
for the far infrared spectra of benzene solutions of tetraalkyl- 
ammonium halides and hydrogen dihalides. Bands in the solution
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spectra, which they assign to a quadrupole vibration, are near, 
but somewhat higher in energy than the lattice modes of the solid 
salts. An analogous situation would be expected for ion pairs 
and ion aggregates.
The behavior of the 160 +5 cm-1 band when THF is added 
to cyclohexane solutions of NaAlBu4- is noteworthy. If the band 
assignments presented thus far are correct, THF has the ability 
to disrupt the NaAlBu4 aggregates found in cyclohexane solutions.
This is consistent with the solvation studies presented here in 
which Lim n is seen to increase with increasing concentration of 
NaAlBu4.
The source of the Raman band at 202 +3 cm”1 for solutions 
of NaAlBu4 in cyclohexane is more difficult to explain. Neither 
Edgell, et. al. 16 nor Weupper and Popov20 observed any Raman 
bands in their studies, nor are any found for NaAlBu4 in pure THF. 
Within experimental uncertainty the band occurs at the same fre­
quency as the I95 +5 cm”1 band found in the infrared spectra.
Each of the two bands is observed in a system in which the other 
does not exist, or is minimal; therefore, it can be concluded 
that they do not arise from the same vibration. The results in­
dicate that the 202 +3 cm"1 Raman band is probably due to a vibra­
tion of an ion aggregate which is infrared inactive and somewhat 
higher in energy than the observed infrared active band (160 +5 cm”1).
The results obtained in the solvation study reported 
here, and the spectral results of Tsatsas and Risen40 for the same 
system enable a model to be proposed which accounts fairly well
for the observations. The increase in the value of Lim n and in 
the degree of aggregation with increasing concentration of NaAlBu4 
implies that the larger aggregates are less stable than smaller 
aggregates or ion pairs with respect to disruption and solvation 
by THF molecules. Such behavior may also be inferred from the 
spectral results, and has been discussed previously. For the larger 
aggregates, approaching "micro-lattices", the average attraction of 
any one cation for a nearest neighbor anion will be less than that 
for a cation and anion in a contact or intimate ion pair. In the 
aggregates, the cation-anion attractions are averaged over all of 
the nearest neighbors. Any ion pairs present in solutions of 
NaAlBu4 with extensive aggregation will also experience a less in­
tense cation-anion attraction than would a corresponding species at 
a lower concentration. The proximity of other ionic species in 
the more concentrated solutions will thus tend to weaken the at­
traction between a given cation and anion in an ion pair. Such a 
weakening of the cation-anion attraction results from the interac­
tion of the dipole of one ion pair with that of another ion pair or 
aggregate. This is similar to the "internal Wein effect" proposed 
by Kraus and coworkers41 to explain increases in equivalent con­
ductances at higher concentrations.
Ion pairs in the more dilute solutions are less affected 
by the electrostatic fields of other ionic or dipolar species in 
solution due to their reduced proximity. It has been suggested 
that there is a tendency to form "tighter" ion pairs in solution
as the dielectric constant of the solvent is increased.42 Both 
increasing the dielectric constant and decreasing the concentra­
tion of electrolyte will tend to reduce the interaction between 
different ionic species in solution. Consequently, this should 
result in less interaction between the different ionic entities 
in solution, with a resultant stabilization of the cation-anion 
interaction in a given ion pair. Stronger cation-anion attraction 
at lower concentrations of NaAlBu4 is manifest in the lower Lim n
values obtained in this work, and in the predominance of the
195 +5 cm"1 band in the far infrared spectra as observed by 
Tsatsas and Risen.40 Proximity of the cation and anion in a 
"tighter" ion pair would decrease the tendency of the dipole of
the THF molecule to interact with the positive charge of the
sodium ion. In addition, the alkyl groups of the anion would be 
expected to sterically hinder the addition of THF molecules to 
the sodium ion in such an ion pair.
The unique solubility of NaAlBu4 in saturated hydrocarbon 
solvents gives additional evidence that quite tight ion pairs may 
be formed in solution. In order to be soluble in such solvents 
as cyclohexane, the NaAlBu4 ion pairs and aggregates must be of 
very low polarity. Nearness of the cation and anion, and shielding 
of the cation by the alkyl groups of the anion would give an en­
tity of low polarity.
As pointed out by Edgell, et. aL,*16 species other than 
those thus far discussed are not precluded. Conductivity data
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for the system THF-NaAlBu^cyclohexane43 and for NaCo(CO)4 in 
THF14 indicate the presence of conducting species. Ion pairs are 
evidently not responsible for the observed conductances. Charged 
aggregates analogous to the triple ions proposed by Fuoss and 
Kraus44 are one possible source of charge carrying species. The 
concentration of such species would presumably be comparatively 
low since no band attributable to ion aggregates is observed in 
the far infrared spectra of THF solutions of NaAlBu4, in which 
the conductances are the greatest. As discussed previously, 
solutions of NaAlMe4 in THF contain both contact and solvent- 
separated ion pairs.23 The presence of at least some solvent- 
separated ion pairs in THF-NaAlBu4-cyclohexane solutions would be 
expected by analogy. The disruption of a solvent-separated ion 
pair would yield a totally solvated sodium ion as a possible con­
ducting entity. The absence of any band in the spectra of these 
solutions attributable to a totally solvated ion may be due to the 
low concentration of such species , as inferred from the low values 
of the conductances.14*43 Also, vibrations involving only solvent 
molecules and the sodium ion are found in the same general spectral 
region, 175 cm”1 to 200 cm"1, 18~21 as those vibrations involving 
contact ion pairs of sodium salts.15*16 Therefore, if any band 
due to a low concentration of totally solvated sodium ions were 
present, it would probably be obscured by the more intense ion-ion 
band at 195 i5 cm"1.
An additional conducting species in the THF-NaAlBu4- 
cyclohexane system has been postulated by Hammonds and Day.43
The equivalent conductance for this system is seen to increase 
as the [THF-total]: [NaAlBu4] ratio is increased to 1. This be­
havior is attributed to the formation of a singly solvated sodium 
ion which is the charge carrier. It is interesting to note that 
Hogen-Esch and Smid found that one DMSO molecule per molecule of 
fluorenyllithium in dioxane solution was sufficient to convert 
all of the contact ion pairs to solvent-separated ion pairs.10 
Similar results were obtained for the sodium compound.
Temperature Dependence. Solutions of fluorenylsodium 
in THF are known to exist as an equilibrium mixture of solvent- 
separated and contact ion pairs,10 as discussed previously. At 
25° C, the contact ion pair is the predominant species, but upon 
cooling the solutions to -5O0 C the solvent-separated ion pair is 
favored. Hogen-Esch and Smid explain the shift in equilibrium as 
being due to the exothermic solvation process being favored at 
lower temperatures.
The temperature dependence of the contact to solvent- 
separated ion pair equilibrium for fluorenylsodium in THF sug­
gests that the same sort of phenomenum might be observable in 
the THF-NaAlBu4-cyclohexane solutions. Lower temperatures should 
favor the solvent-separated ion pair, and thereby give the 
totally solvated species. The temperature range available for 
this system is limited, however, by the general problems of low 
temperature infrared work, and by the freezing point of cyclo­
hexane, which is 5-6° C. Considering these limitations, a system 
was constructed which enabled the spectra to be recorded at I30 C.
Since this temperature is only £a. 12-150 C below am­
bient, it seemed advisable to obtain some data at a higher temper­
ature. Again, the characteristics of the system limit the temper­
ature range. Tetrahydrofuran boils at 64-66° C, so a temperature 
of 40° C was chosen in order to give as large a temperature dif­
ference as reasonable without undue error from evaporation of the 
THF.
Specific details of the spectra recorded at I30 C and 
40° C were essentially the same as spectra recorded at ambient 
temperature. Studies analogous to those done at room temperature 
were made using the spectra recorded at I30 C and 40° C for 
NaAlBu4 concentrations of c&, 0 .05, 0 .10, and 0.20 M. The data 
are presented in Tables VII through IX. Average value plots are 
shown In Figures 10 through 12, with the room temperature n plots 
for corresponding concentrations of NaAlBu4 included for purposes 
of comparison.
As may be seen from the n plots, within experimental 
error the same value of Lim n for a particular concentration of 
NaAlBu4 was obtained at all three temperatures. Several reasons 
may be put forward to rationalize the results. The original as­
sumption that the THF-NaAlBu4-cyclohexane system would behave in 
a manner analogous to the fluorenylsodium-THF system may have 
been invalid. Differences in properties of the anions and bulk 
solvents may prevent extrapolation of results from one system to 
another.
TABLE VII 
DATA FOR CONSTRUCTING n PLOTS OF 
FIGURE 10 FOR TEMPERATURES OF I30 C AND 4)° C
THF-Total THF-Free THE-Bound THF-Bound „ .NaAlBu4
THF-Total
NaAlBu4
O.O56 M; Temperature = 130 c—
0.059 0.012 0.047 0.84 I.O5
O.O85 0.015 0.070 I.25 1.52
; 0.114 0.028 0.086 1.54 2.04
0.191 0.069 0.122 2.18 3.42
0.234 0.110 0.124 2.22 4.19
0.259 O.I33 0.126 2.25 4.63
0.307 0.180 0.127 2.27 5.50
O.335 0.210 0.125 2.24 6.00
0.431 0.246 O.I55 2.77 8.94
0.427 0.295 O.I32 2.38 7.65
0.502 O.36O . 0.142 2.54 9.00
0.577 . 0.455 0.122 2.18 10.3
>-NaAlBu4 - O.O52 M; Temperature - 
See Table III
• Ambient—
---NaAlBu4 = O.O56 M; Temperature = 43° C—
0.075 0.015 0.060 1.07 1.34
0.132 ✓ 0.039 O.O93 1.67 2.37
0.171 0.075 O.O96 1.72 3.07
0.204 0.087 0.117 2.10 3.68
0.306 0.186 0.120 2.15 5.49
0.350 0.214 O.I36 2.44 6.28
0.388 0.239 0.149 2.67 6.96
0.506 0.351 O.I55 2.78 9.06
0.568 0.420 0.148 2.65 10.2
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Figure 10. Average Value Plots, n, of the Ratio [THF-Bound]:[NaAlBu4]
vs. Ratio [THF-Total]: [NaAlBu4‘J for an NaAlBu4 Concentration 
of £a. 0.05 M, and Temperatures of I30 C, ca. 25° C, and 
ljO° C.
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TABLE VIII 
DATA FOR CONSTRUCTING n PLOTS OF 
FIGURE 11 FOR TEMPERATURES OF I30 C AND l»0° C
THF-Total THF-Free „ , THF-BoundTHF-Bound — 7 ---NaAlBu4
THF-Total
NaAlBu4
0.103 M; TemperaturCfc — 1 *20 pc  A p  U " *
0.102 0.021 0.081 0.78 0.99
0.135 ! 0.027 0.108 1.05 1.31
0.302 0.019 0.283 2.75 2.95
0.352 0.137 0.215 2.09 3.42
0.490 0.230 0.260 2.52 4.75
0.491 0.218 0.273 2.65 4.76
0.692 0.2{00 0.292, 2.83 6.72
0.716 0.453 0.263 2.71 6.95
O.9O5 O.595 0.312 3.03 8.78
O.9I9 0.625 0.294 2.85 8.92
W a A l  R11 s  Cl 106 M; Temperature • 
See Table IV
m A m K 4 ont*Ma'iNaAxijÛ  —  u.
d .. —  i m  'Pnnrnnv.'f-tiv-A - Ln° r• JLV J. 9 X C U I ^ C 1.CIUU<.C
0.118 0.013 0.105 1.04 1.07
0.127 0.022 0.105 1.04 1.26
0.214 0.037 0.177 1.75 2.12
0.268 0.066 0.208 2.06 2.65
0.336 0.115 0.221 2.19 3.52
0.413 0.168 0.245 2.43 4.09
.0.479 0.250 0.229 2.27 4.74
0.528 0.262 0.266 2.63 5.23
0.671 0.390 0.281 2.78 6.65
0.712 0.422 0.290 2.87 7.05
0.771 0.492 0.279 2.76 7.63
0.922 0.620 0.302 2.99 9.12
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Figure 11. Average Value Plots, n, of the Rati.o [THF-Bound]:[NaAlBu4]
vs. Ratio [THF-Total]: [NaAlBu4] for an NaAlBu4 Concentration 
of ca. 0.10 M,and Temperatures of I30 C, _ca. 25° C, and 
C.
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TABLE IX 
DATA FOR CONSTRUCTING n PLOTS OF 
FIGURE 12 FOR TEMPERATURES OF 13° C AND k O °  C
THF-Total THF-Free THF-Bound THF-Bound NaAlBu4
THF-Total
NaAlBu4
A  O A O  M . _  1 zz.0 nV  •  i — W  Cm A  19 X  U  I t f U i .  X  ̂  V
0.144 ~ 0 0.144 0.71 0.71
0.265 0.010 0.256 1.27 1.32
0.425 0.030 0.395 1.96 2.10
0.609 0.107 0.502 2.48 3.02
0.782 0.201 0.581 2.88 3-87
l.'OOl O.liOl 0.600 2.97 4.96
1.198 O.559 0.639 3.16 5.94
1.310 ■two phases at 10°- C.... - 6.49
1.535 •two phases at 10° C..... 7.60
1.574 ■two phases at 10° C..... 7.79
NaAlBu4 = 0.201 M; Temperature = Ambient 
See Table V 
-NaAlBu4 = O.I98 M; Temperature = kO° C-
0.219 0.020 0.199 1.00 1.10
0.317 0.025 0.292 1.47 1.60
0.286 O.O35 0.351 1.77 1.95
O.5I6 O.O85 0.431 2.18 2.61
0.608 0.150 0.458 2.31 3.07
0.798 0.270 0.528 2.67 4.03
0.887 O.36O 0.527 2.66 4.4o
1.032 0.470 0.562 2.84 5.21
1.193 0.637 0.556 2.81 6.02
1.304 0.720 0.584 2.95 6.60
1.390 0.810 0.580 2.93 7.02
1.448 0.851 0.597 3.02 7.31
1-557 0.935 0.622 3-14 7.85
1.684 1.073 0.611 3.09 8.50
1.773 1.150 0.623 3.14 8.95
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Figure 12. Average Value Plots, n, of the Ratio [THF-Bound]:[NaAlBu4]
vs. Ratio [THF-Total ]: [NaAlBu4] for an NaAlBu4 Concentration 
of £a. 0.20 M, and Temperatures of I30 C, _ca. 25° C, and 
1*0° C.
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In addition, the temperature range covered in the study 
presented here was only ca. 27° C, as opposed to a difference of 
75° C in the fluorenylsodium-THF system. The same trends may 
be present in both systems, but not observable for a temperature 
change of only 27° C.
Finally, the effect of temperature changes upon the 
stability of the ion pairs or higher aggregates must be considered. 
Decreasing the temperature of the system may enhance the stability 
of any aggregated species present. The stabilization of the ag­
gregates would be in opposition to enhanced solvation at lower 
temperatures. The result would be a fortuitous canceling of ef­
fects, especially for smaller temperature changes.
Although the results of the temperature dependent 
studies are disappointingly inconclusive, an interesting result 
obtained is the observation that two-phase systems are formed at 
10° C in the solutions of NaAlBu4 of 0.20 M and a [THE-total]: [NaAlBu4] 
ratio greater than ca. 6. The two phases revert to a single phase 
upon warming, and show no signs of decomposition. The nature of 
such two-phase systems will be discussed in a subsequent section.
Solvent Dependence. With the hope of gaining some ad­
ditional insight into the nature of the species present and the 
interaction between NaAlBu4 and THF, the effect of a change in 
bulk solvent was tested. In order to gain any information, the 
solvent chosen would have to differ from some property of
cyclohexane in a known manner. Solvents which would tend to sol­
vate the sodium ion were to be avoided since this introduces the 
problem of competitive solvation. Additionally, the solvent must not 
have infrared bands which will obscure the THF bands of interest. 
Benzene was chosen as a solvent that meets these criteria fairly 
well. The dielectric constant of cyclohexane at 25° C is 2.OI5 
and that of benzene is 2.274. This represents a change of ca.
12$ in a known property of the solvents. Proton magnetic reso­
nance and conductance techniques45 have shown that there is no 
specific interaction of the conventional type between benzene 
and NaAlBu4 in cyclohexane. And finally, benzene is reasonably 
transparent in the spectral region of interest.
Infrared spectra and the resulting concentration data were 
obtained for the THF-NaAlBu4-benzene system in the same manner 
as was done with cyclohexane as the bulk solvent. The data for 
solutions 0.1 M in NaAlBu4 are presented in Table X, with the n 
plot shown in Figure I3. The n plot using cyclohexane as a bulk 
solvent and with the same NaAlBu4 concentration is shown for 
purposes of comparison.
As may be seen by comparing the two n plots, the Lim n 
obtained with benzene as a bulk solvent is definitely below the 
value of Lim n found using cyclohexane as a bulk solvent. Since 
benzene shows no specific interaction with NaAlBu4, as discussed,45 
the lower value is not due to a competition between THF and benzene 
for solvation sites. Rather, a lower value of Lim n will be
TABLE X
DATA FOR CONSTRUCTING n PLOT OF FIGURE 13 
FOR NaAlBu4 = 0.104 M, AND BENZENE AS BULK SOLVENT
THF-Total THF-Free THF-Bound THF-Bound NaAlBu4
THF-Total
NaAlBu4
0.116 0.043 0.073 0.70 1.11
0.186 O.O52 0.134 1.23 1.78
0.255 0.073 0.182 1.74 2.44
0.324 0.140 0.184 1.76 3.10
0.424 0.225 0.199 1.90 4.06
0.508 0.290 0.218 2.09 4.86
0.584 O.362 0.222 2.12 5-59
0.626 O.396 O.23O 2.20 5.99
0.646 0.422 0.224 2.14 6.18
0.721 0.497 0.224 2.14 6.90
0.805 0.582 0.223 2.13 7.70
0.845 0.615 0.230 2.20 8.08
0.922 0.692 0.230 2.20 8.80
0.950 0.721 0.229 2.20 9.09
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Figure 13. Average Value Plots, n, of the Ratio [THF-Bound]: [NaAlBu4] 
vs. Ratio [THF-Total ]: [NaAlBu4] for NaAlBu4 = 0 .10l| M and 
benzene as Bulk Solvent. Lower n plot is for NaAlBu4 =
0.106 M, and cyclohexane as bulk solvent (Table IV).
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obtained if the anions are held in their coordination sites with 
more tenacity. As has been discussed previously, increasing the 
dielectric constant of the solvent is proposed to increase the 
tightness of an ion pair. The results obtained from the change 
in bulk solvent are thus compatible with previous results and 
with the model developed.
Hammonds, et. al. , 45 have shown that the equivalent 
conductance of cyclohexane solutions of NaAlBu4 increases in a 
smooth manner as benzene is added to the system, yet NMR results 
show no specific interaction between NaAlBu4 and benzene. Such 
increases in equivalent conductances may result from either an 
increase in the number of charge carrying species, or from an 
increase in the mobility of those already present. Increasing 
the dielectric constant is thought to favor the break-up of ion 
pairs, thereby resulting in an increase in the number of charge 
carriers. An increase in the dielectric constant also decreases 
the "electrostatic drag" felt by an ion as it moves through a 
solution, and so increases its mobility. Both effects would tend 
to increase the conductance as observed. The work of Hammonds, 
et. al. , 45 then, does not refute the model developed thus far.
Summary of Model. Based upon the material and discus­
sions presented thus far, it seems advantageous to now present the 
more pertinent aspects of the model developed. For NaAlBu4 
solutions in cyclohexane, the NaAlBu4 is believed to be associated 
to form at least ion pairs, except perhaps at concentrations much
too dilute to study here. As the concentration of NaAlBu4 in­
creases, the ion pairs associate to form higher aggregates. When 
THF is added to NaAlBu4-cyclohexane solutions, it tends to sol­
vate the sodium ions and competes with the anions of the aggre­
gates for coordination sites. At lower NaAlBu4 concentrations, 
the ion-pairs in solution are more stable, or "tighter", and 
therefore are less readily solvated by the THF molecules. At 
higher concentrations of NaAlBu4, the aggregates and ion pairs in 
solution are not as stable, and the arr±?ms are more easily dis­
placed by the solvent molecules. The differences in stability 
of ion pairs as the concentration is varied is attributed to in­
creasing dipole-dipole or ion-dipole interaction as the proximity 
of the ions and ion pairs increases. The very "tight ion pairs" 
are poorly solvated because their dipole moment is diminished, and 
there is presumably steric hinderance to addition of THF molecules. 
"Loosening" of the ion pairs results in a reversal of these trends, 
and increased solvation.
Other Solvating Agents. The results of the studies 
presented thus far have been explained in terms of a competition
I
between THF molecules and AlBu4” anions for coordination sites 
on the cation. As a result, apparent solvation numbers have been 
obtained for the sodium ion, but not a coordination number. A 
solvent of solvating ability greater than that of THF should be 
able to compete more effectively with the anions for coordination 
sites. Determination of the effects of using a stronger solvating
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agent would then give more insight into the nature of ion-solvent 
and ion-ion interactions in solution, and also perhaps give a 
value for the solvation number of the sodium ion which would 
equal the coordination number.
The studies of Hogen-Esch and Smid10 have shown 
fluorenylsodium to exist chiefly as the contact ion pair in THF 
at 25° C, while the solvent-separated ion pairs predominate in 
DME. The greater solvating power of DME is evidently due to its 
ability to act as a bidentate ligand. Gore and Gutowsky23 have 
noted similar behavior for NaAlMe4 in THF and DME. With such 
results available for comparison, DME was chosen as the solvating 
agent to be used in determining the effects of an increase in sol­
vating strength. Substitution of DME for THF should allow valid 
comparisons to be made since both compounds are saturated hydro-
jcarbon ethers of similar physical and chemical properties.
Infrared spectra were obtained for DME-NaAlBu4-cyclo- 
hexane solutions, and compared to spectra of pure components.
By analogy to the results obtained using THF as a solvating 
agent, and considering the behavior and position of the band, an 
absorbtion at 1115 cm"1 is assigned to a DME vibration involving 
the ether linkage. This III5 cm"1 band is shifted to IO85 c"1”1 
upon solvation of NaAlBu4 by the DME.
In DME-NaAlBu4-cyclohexane solutions of a [DME-total]: 
[NaAlBu4] ratio greater than one, two-phase systems are obtained 
(0.11 M in NaAlBu4). The concentration of [DME-free] in the
solutions below the point where two-phasing begins is very slight - 
negligible within the accuracy of the measurements. A plot of 
(A - Ao) for the IO85 cm”1 (perturbed) band of solvating DME vs. 
the ratio [DME-total]:[NaAlBu4] gives a straight line up to the 
occurrence of two phases. Analysis of the upper phase beyond the 
point where the two-phase formation begins indicates that the con­
centration of [DME-bound] is decreasing in this phase as the 
[DME-total]:[NaAlBu4] ratio is increased.
In an attempt to prevent the formation of two-phase 
systems, benzene was substituted for cyclohexane as a bulk sol­
vent. In the infrared spectra of DME-NaAlBu4-benzene solutions, 
the positions and shifts of the DME bands are the same as with 
cyclohexane as a bulk solvent. Using benzene as a bulk solvent, 
however, two-phase systems are obtained only when the [DME-total]: 
[NaAlBu4] ratio is greater than two (0.10 M in NaAlBu4). Some 
free DME is evident below the ratio at which two-phase systems 
occur.
The formation of these heterogeneous systems precluded 
the determination of solvation numbers using DME as solvating 
agent. Preliminary investigations indicated that p-dioxane also 
gives two-phase systems when added to NaAlBu4-cyclohexane solu­
tions. Diethylether and triethylamine produced no such two- 
phasing in the study of Schaschel and Day. 25
Two-Phase Systems - Speculations. The formation of two- 
phase systems upon the addition of solvating agents to solutions
of NaAlBu4 in cyclohexane and benzene as observed in the course 
of this study is a rather interesting phenomenon and deserves 
further consideration. The heterogeneous systems consist of two 
immiscible liquid phases, with the NaAlBu4 and solvating agent 
being found predominantly in the lower phase.
Weupper and Popov19 have reported that NaAlBu4, 1M2PY, 
and hydrocarbon solvents such as cyclohexane, benzene, and 
heptane do not form completely miscible systems when the concen­
tration of NaAlBu4 is high enough for NMR measurements. Hogen- 
Esch and Smid10 have observed the formation of a red precipitate 
upon addition of DMSO to fluornylsodium in THF. Thus it may be 
seen that formation of such heterogeneous systems is not unique 
to either NaAlBu4 as an electrolyte, or to ethers as solvating 
agents.
Following the concepts presented previously, NaAlBu4 
dissolved in hydrocarbon solvents is present in the form of ion 
pairs or higher aggregates of low polarity. If the NaAlBu4 were 
not present as some species of quite low polarity, it would not 
be expected to dissolve in a solvent such as cyclohexane. When 
DME is added to a solution of NaAlBu4 in cyclohexane, almost all 
of the DME is seen to solvate the NaAlBu4 up to the point of two- 
phasing, which occurs at [DME-total]: [NaAlBu4] = 1. The species 
present in solution before two-phasing may be represented as
= DME,
a second DME molecule would give
A1Bu4
or the solvent-separated ion pair. The polarity of such a species 
would be expected to be much greater than for the contact ion 
pairs or ion aggregates. The solvent-separated ion pairs of 
higher polarity would presumably be somewhat less soluble in 
cyclohexane than would the contact species.
With benzene as a bulk solvent, the same models for 
NaAlBu4 and DME apply, but either a different stoichiometry is in 
effect, or the solubility characteristics differ. Two-phase 
systems are observed here only when the [DME-total]:[NaAlBu4] 
ratio is greater than two. This could be taken to imply that 
only upon addition of a third molecule of DME to the sodium ion 
is a solvent-separated ion pair formed. Such an argument requires 
that the coordination number of the sodium ion change from four to 
six upon changing bulk solvents from cyclohexane to benzene. An 
alternative explanation is that DME molecules do not displace 
the anion from the cation so readily in benzene solution, and 
that the formation of two phases only at higher DME concentra­
tions is an equilibrium effect. Some credence for this particular 
viewpoint may be taken from the THF solvation study using benzene 
as bulk solvent in which the Lim n obtained was , lower than the 
corresponding value found using cyclohexane as bulk solvent and
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the same NaAlBu4 concentration. Additionally, this does not re­
quire changing coordination numbers for the sodium ion upon chang­
ing bulk solvents.
The same sort of immiscible systems may be obtained in 
the THF-NaAlBu4-cyclohexane system, but only at lower temperatures 
or at higher concentrations of NaAlBu4 and THF. One explanation 
for the formation of two-phase systems at lower temperatures is 
based upon the solvated ion pairs presumably present in solution 
decreasing in solubility as the temperature is lowered. At a 
given temperature, increasing the concentrations of NaAlBu4 and 
THF would also cause immiscibility.
An alternative to solvated ion pairs being the species 
which effects immiscibility is to have solvent-separated ion 
pairs analogous to those discussed for DME be responsible for 
the two-phasing. Other work in THF10*23 has indicated the pre­
sence of at least some solvent-separated ion pairs for sodium 
salts, so some may well be present in this system. Far infrared 
spectra of sodium salts in THF15’16 have not shown the totally 
solvated sodium ion to be absent, but only have failed to observe 
a band attributable to such a species.
Angell and Sare46 have observed the formation of two- 
phase systems for aqueous solutions of electrolytes at very low 
temperatures. They explain their results in terms of the split­
ting of the homogeneous solution into a water-rich, hydrogen- 
bonded phase and a salt-rich, hydrated ionic liquid phase near 
the glass temperature. This would correspond to a solvated,
salt-rich lower phase and a cyclohexane or benzene rich upper 
phase for the systems discussed here. Comparisons between 
aqueous and non-aqueous systems should be made with care, but 
the similarities are noteworthy.
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